INTRODUCTION
The procedure described here is intended to be a supplement to 'Guidelines for the Determination of Stability Constants' by Nancollas and Tomson1, and to be of particular help to those new to the measurement of formation constants or designing new apparatus for their measurement.
For fuller definitions of the terms used when referring to formation constants, and the presentation of formation constant data, see the introduction to the most recent supplement to 'The Stability Constants of Metal-Ion Complexes'2.
The equilibrium constant, K, for the formation of a metal-ligand complex, ML, (where K = aML/aM.aL) is a very useful thermodynamic quantity since it is related directly to the Gibbs standard free energy change of complex formation, AG°:
This, in turn, contains contributions from the standard enthalpy (iH°) and entropy (ASs) changes accompanying complex formation: L\G = -TLS.
At constant pressure K is therefore temperature dependent by the relationship:
assuming that both tH° and fS° are temperature independent over the temperature range used. Because of these logarithmic relationships, and the fact that formation constants are usually numerically large, they are frequently expressed in a logarithmic form, generally as log10K. Several terms are often used synonymously with 'equilibrium constant', . 'stability constant' and 'formation constant'. The term 'instability constant' is frequently used. It refers to the dissociation reactiOn and is the reciprocal of the stability constant. It is often expressed as pK rather than log10K
values. Its use is to be avoided where possible to avoid confusion.
The 'overall' formation constant of a complex, MpHqLr (generally expressed as a (s-value) refers to the formation of that complex from the participating species, i.e. to the reaction:
M +H +L =MHL
(1) q r pqr ML ' Stepwise constants' refer to any designated step in the complex formation, .
KMHL
refers to the reaction: ML + H = MHL. For a fuller description of the symbols used see the introduction to the compilation of stability constants given in reference 2.
To have a rigorous thermodynamic meaning equilibrium constants should be expressed in terms of the activities of the component ions or complexes at equilibrium. This is impractical and for convenience and reproducibility concentrations are generally used where, for a particular species, i, a. This is done by calibrating the electrode system used in terms of hydrogen ion concentrations using a strong acid such as perchloric acid and assuming it to be fully ionized. This can be achieved by direct titration of a dilute solution of perchloric acid using the same ionic background as the equilibria under study3, or by calibrating recognised buffer solutions (again of the same ionic strength) in terms of concentrations, and using these to calibrate the electrodes4.
The procedure outlined below involves the titration of nickel-glycine mixtures in an ionic background of NaCl such that the total ionic strength is 1. determination of the concentration of reagents, titration procedure and methods of calculation) were left to the discretion of individual researchers, who employed the procedures and apparatus normally used in their own laboratories.
Values of the stability constants obtained are given in Tables 1 and 2 .
The following is a summary of the procedures which were used. This serves to define the experimental conditions under which the mean values of the stability constants were determined.
Reagents All authors used doubly distilled deionised water while other reagents were handled in the different ways described below:
SODIUM CHLORIDE. Analytical grade salt was used either: a) as supplied commercially, b)
after drying at 300-350°C, or c) after purification by treating a saturated salt solution with HC1 gas, followed by heating in an oven up to 400°C. Calibration of the glass electrodes in terms of hydrogen ion concentration was performed by means of a titration of hydrochloric acid with sodium hydroxide. The experimental data ranged over pH values between 1.6 and 11.2. Corrections for the effects of junction potential changes, E., were included in the calibration procedure in the region of low pH which is useful for the determination of protonation constants. Some of the researchers calibrated the electrodes using an acid medium to determine the values of E. and E and J 0 used a basic medium to determine pK . In some cases the acid solution obtained after the w calibration titration was used as the starting solution for the determination of either protonation or complexation constants; the appropriate quantities of reagent were added to the starting solution and a second titration was then performed. In one case the response of the glass electrode was checked against a hydrogen electrode.
Methods of calculation The Cran method was used by all workers to determine the end-point in the acid-base titrations, and to find the quantity of excess acid present in the solutions of reagents. In two cases the constants were estimated using graphical methods involving normalised curves, followed by successive numerical approximations. In the other cases the calculation was carried out by means of a computer program. The most commonly used programs were SCOGS6 and MINIQUAD7. The programs PSEUDOPLOT8 and COMPLOT9'10 were 11 sometimes used to obtain species distribution plots, and the program ACBA was employed to determine protonation constants with simultaneous optimisation of the ligand concentration. New, up-to-date versions of these programs are now available, .
SUPERQUAD'2, ACBA'3 and ESAB'4.
The strategies employed in the calculations were: 1) separate refinement of the protonation constants, which were then given fixed values in the calculation of the complexation constants; 2) simultaneous refinement of both the protonation and complexation constants; 3) separate refinement of the data from each titration; 4) comparison of the results of the calculations based on data with and without the points for which the pH was greater than 9.
The values reported by each laboratory are given in Table 1 Some mean values derived from the data from laboratories 3, 4, 5 and 6 are given in Table 2 . The means calculated from the data in Table 1 Measurement procedure The solutions to be prepared by mixing together solutions of the -3 reagents, and to be brought to ionic strength of 1 mol dm with NaCl. The electrodes to be calibrated by means of titrations of HC1 solutions of known titre with solutions of NaOH. The titre of the HC1 solutions to lie between 5 x lO and 1.5 x i02 mol dm3. For the solutions used in the stability constant determination the concentrations of glycine (C ) and of the nickel ion (C .) must be known. The total concentration of dissociated gly Ni or dissociable hydrogen ions must also be known; when NiCl2 is present the value of CH should take into account the excess hydrogen ions added with each aliquot of the mother solution of NiCl2.
Determination of protonation constants. It is advisable to prepare at least two series of three glycine solutions from different mother solutions of the reagents. The glycine .
. . mol dm • The tirations should not be taken above a pH of ca. 9 to 9.5 in order to avoid the formation of hydrolysed species or precipitates.
The electrodes should be calibrated both before and after each of the titrations which are to be used for the stability constant determinations.
The calibration should employ refinement. The refinement is to be conducted using the method of least squares, and computer programs such as SCOCS6, MINIQUAD7 or one of the more recent versions".
The following strategies should be followed in the calculation:
1) Evaluation of the protonation constants first, followed by the evaluation of the formation constants of the complexes.
2) Simultaneous evaluation of the protonation and complexation constants.
It is furthermore necessary to compare the results obtained by:
1) treating the data from each titration curve separately 2) treating all the experimental data together.
It should be noted that, at 25°C, an error of 0.01 log units corresponds to 0.59 mV.
Hence errors are generally higher than the precision of a pH meter (0.1 mV), indicating that there are unidentified but real sources of 'noise' somewhere in the proccedure.
Users of this recommended procedure should expect to calculate values for the stability constants from individual titrations within the following ranges.
These have been estimated using data from It has also been tested in Leeds18, using the experimental conditions specified and a Radiometer puN 64 pH meter with a combined glass/saturated calomel electrode (Russel pH) calibrated in terms of hydrogen ion concentrations using HC1O4. NaOH (0.25 to 0.37 mol dm3) was dispensed manually from a calibrated 0.25 cm3 Hamilton 'Gastight' syringe using the Hamilton auto-dispenser (P-600). BDH 'AnalaR' NiC12.6H20 was used without further purification with the nickel content determined by EDTA titration. The pH range studied was 2.2 -11.0
but only values below 9.2 were used to calculate nickel complex stability constants. 12 Calculations used the SUPERQUAD computer program
In these two studies the following results were obtained at 25.0°C and I = 1.00 mol dm3 (NaC1). 
